
20.3 The Potential Difference at a
Metal/Solution Interface

lnterfacial Potentials Constituting the e.m.f. of a Cell

It is quite impossible to determine the absolute potential difference across
a single metal/solution interface, and the potential must be evaluated
indirectly from the e.m.f. of a cell comprising the interface under considera-
tion and another electrified interface. The e.m.f. of the cell can be deter-
mined readily by a suitable measuring device such as a potentiometer,
vacuum-tube voltmeter or an electrometer, which are capable of measuring
the e.m.f. with the minimum passage of electrical charge. This is essential
since if a significant current is allowed to pass, the electrodes (electrified
interfaces) become polarised and the e.m.f. will be less than the equilibrium
value. Consider the determination of the interfacial potential at the surface
of a zinc electrode in equilibrium with Zn2+ ions in solution. In order to
determine the potential it is necessary to couple it with another electrode,
and for the purpose of this discussion the equilibrium between H+ ions in
solution and H2 gas will be chosen, i.e. the reversible hydrogen electrode in
which the equilibrium between H+ and H2 takes place at a platinised-
platinum surface. The spontaneous cell reaction will be

Zn H- 2H+(aq.)->Zn2+(aq.) + H2 . . .(20.215)

and the cell can be represented by the reversible cell

Zn I aqueous ZnSO41 aqueous H2SO4]Pt, H2

in which | represents an interface.
In this cell (Fig. 20.22) the following interfaces and associated interfacial

potentials may be distinguished:

1. The Zn/Zn2+(aq.) interface and the associated interfacial potential
0ZnXZn2+-

2. The Pt/H2+(aq.), H2 interface and the associated interfacial potential
^Pt/H + .Hz'

3. The interface between the two solutions ZnSO4XH2SO4 and the
associated liquid junction potential <t>-}.

4. The interface between the Zn electrode and the Cu lead [at which
e(Zn) -» e(Cu)] and the associated interfacial potential <£Zn/cu-



Fig. 20.22 Interfacial potentials in the electrochemical cell Zn|Zn21H+ |Pt, H2

5. The interface between the Cu lead and the Pt electrode [at which
e(Cu') -> e(Pt)] and the associated inter facial potential 0Cu/pt

Thus the e.m.f. of the cell will be the resultant of the various interfacial
potentials given above, i.e.

^cell = 0Zn/Zn2 + + 0Pt/H + , H2 + 0j + ^ZnXCu + 0CuVPt • • -(20.216)

Since the small interfacial potentials at the junctions of the electrodes and
copper leads are equal and opposite, they cancel out, and if the liquid junc-
tion potential is assumed to be small, or is reduced to a negligible value by
using a salt bridge, then equation 20.216 reduces to

£ce.l = *Zn/Zn2 + + *Pt/H + .H2 - - .(20.217)

At each interface the interfacial potential will depend upon the chemical
potentials of the species involved in the equilibrium. Thus at the ZnXZn2+

electrode there will be a tendency for zinc ions in the lattice to lose electrons
and to pass across the interface and form hydrated ions in solution; this
tendency is given by the chemical potential of zinc /izn, which for pure zinc
will be a constant. Similarly, there will be a tendency for hydrated Zn2+

ions in solution to lose their hydration sheaths, to gain electrons and to enter
the lattice of the metal; this tendency is given by the chemical potential of
the Zn2+ ions, which is related to their activity. (See equation 20.155.)

Thermodynamically

</>Zn,Zn2 + = MZn2 + ~ MZn(I) = (^Zn2 + + /?71n0Zn2 + ) - /i|n(1) . . .(20.218)

where the superscript e indicates the standard state of the species under con-
sideration, and for pure zinc /*Zn(1) = /4n(1)

 = O.
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Table 20.4 Classification of electrode potentials of metals
A. Reversible electrodes

ExamplesCharacteristicsType

Cu2+XCu, Zn2VZn, Ag+XAg

HgXHg2Cl2 /KCl(aq.)
Hg/Hg2S04/K2S04(aq.)
Ag/AgCl/KCl(aq.)

Quinone-hydroquinone:
C6H4O2 -I- 2H + + 2e ̂  C6H4(OH)2,
which is thus pH dependent;
Fe3VFe2+

MnO4-XMn2+

SbXSb2O3XOH"
BiXBi2O3XOH'

PtXH2, H +

PtXCl2, Cl ~

Metal M in solution of its captions giving an Mz+ ^ M exchange
whose potential conforms with the Nernst equation.

Metal in contact with its sparingly soluble salt MX and a soluble salt
the anion X giving an M/MX/X~ electrode whose potential depends
on A8 of MX and the ax- .

Inert metal (normally Pt but certain other metals can act in a similar
manner) in a solution containing two species that give rise to a redox
system. E depends on EQ of the system and the relative activities of the
oxidised and reduced forms.

Metal filmed with oxide in a solution of OH ~ giving an
MXAfxOyXOH" electrode whose potential is dependent on pH.

Inert electrode (usually Pt but other metals or metallic compounds may
act in a similar way) in a redox system of which one component is a
gas

(1) MXMf3
+.) ion (Type 1 electrode)

(2) MXmetal saltXanion (Type 2
electrode)

(3) Oxidation-reduction (redox)

(4) MetalXmetal oxide

(5) GasXion

(continued overleaf)



Table 20.4 (continued)
B. Irreversible electrodes

ExamplesCharacteristicsType

Zn in NaCl solution
Zn in dilute HCl

Cu or Ag in NaCl or Ag in HCl giving
an M/MX/X- type of electrode

Ni in H2SO4(NiXH2, H + )
Cu in NaOH (CuXCu2OXOH ~)

Zn in HCl

Stainless steel in oxygenated H2SO4

Metal in a solution of electrolyte in which Mz+ ions are produced by a
corrosion reaction in an MZ+/M exchange that determines the
potential.

Potentials of electropositive metals that react with solution to give
sparingly soluble salts of the metal.

Potential of metal depends on pH of solution, although the dependence
is confined to a limited range of pH and does not conform precisely to
the Nernst equation.

Potential dependent on the redox potential of the solution and the
kinetics of the anodic and cathodic reactions.
Potential dependent on the kinetics of the h.e.r. on the bare metal
surface.
Potential is that of an oxide-filmed metal, and is dependent on the
redox potential of the solution.

(1) Steady-state potential
comparable with Type 1
reversible electrode

(2) Steady-state potential
comparable with Type 2
reversible electrode

(3) Steady-state potential
comparable with Types 4 and 5
reversible electrodes

(4) Corrosion or mixed potentials:

(a) Active corrosion in acid
solutions

(b) Passive metal in acid
solutions



For a reversible cell at equilibrium the Gibbs free energy and the reversible
e.m.f. ET are related by

AG = -zFEr = 2FEr . . .(20.219)

and the inter facial potential at the ZnXZn2+ electrode is given by

4>Zn/Zn- = £,Zn = ̂ " ̂ " + f^ «Zn- . . .(20.22O)

The standard chemical potentials /4n2+ and /n|n are constants so that the
first term on the r.h.s. can be replaced by £ln

2+/zn» the standard electrode
potential of the Zn2+ + 2e = Zn equilibrium, and

RT
</>Z n2+ / Z n = Er,Zn = El^/Zn + — Inazn2+ . . .(20.221)

Similarly for the 2H+ + 2e = H2 equilibrium

RT cr"
0HVH, = £r,H = £HVH, + ̂  ̂  -^ . . .(20.222)2/< /7H,

Subtracting equation 20.221 from 20.222

RT a2

0HVH2 - *Zn'VZn = ^r.crll = ^ce.l + ̂ H — • • -(20.223)
2 F aZn^PH2

The above considerations show that the equilibrium e.m.f. of a reversible
cell is determined solely by the interfacial potentials at the two electrodes
constituting the cell, providing the liquid junction can be eliminated or made
negligible, and under these circumstances the interfacial potentials will be
related to the chemical potentials of the species involved in the equilibrium.
In the case of an irreversible cell, e.g.

Ni I aqueous NiSO41 aqueous H2SO4[Pt, H2

there will be the same number of interfacial potentials as in the reversible
Zn IZnSO41H2SO41 Pt, H2 cell, but the e.m.f. of the cell cannot be treated
thermodynamically.

Examples of reversible and irreversible electrodes and electrode potentials
are given in Table 20.4.

Non-polarisable and Polarisable Interfaces

An ideal reversible cell is characterised by an e.m.f. that remains constant
irrespective of the rate of reaction in either direction, i.e. each interface con-
stituting the cell must be so completely non-polarisable that it resists any
attempt to change its potential. Although this is impossible to achieve in
practice, a number of interfaces approximate to ideality providing the rate
of reaction is maintained at a very low value. These reversible electrodes (or
half-cells) are used as reference electrodes for determining the potential of
a single electrified interface.

At the other extreme is the completely polarisable interface for which a
very small passage of charge will result in a very large change in potential.



The calomel electrode HgXHg2Cl2, KCl approximates to an ideal non-
polarisable electrode, whilst the Hg/aqueous electrolyte solution electrode
approximates to an ideal polarisable electrode. The electrical behaviour of
a metal/solution interface may be regarded as a capacitor and resistor in
parallel (Fig. 20.23), and on the basis of this analogy it is possible to distin-
guish between a completely polarisable and completely non-polarisable

Capacitance Capacitance

Resistance Resistance

R -^QC /?-^0

(fl) (b)

Fig. 20.23 Analogy between a metal/solution interface and a capacitance and resistance in
parallel, (a) Non-polarisable electrode, e.g. Hg/KCl solution, (b) polarisable electrode, e.g.

HgXHg2Cl2, KCl solution

interface. The polarisable electrode will have a high resistance so that when
it is connected to a source of e.m.f. the capacitor will become charged up to
the value of the potential difference of the source, i.e. it will polarise. Con-
versely, when the resistance in parallel with the capacitor is low, charge will
leak through the resistance and will thus prevent the charging up of the
capacitor, i.e. it will be non-polarisable. Polarisable electrodes such as
Hg/aqueous KCl are used for studies of the structure of the electrical double
layer, whilst non-polarisable electrodes are used as reference electrodes and
for evaluating thermodynamic parameters such as the chemical potentials of
ions in solution.

Thermodynamics of a Reversible Cell

If a reaction is harnessed in a reversible cell and the reaction is allowed to
proceed at an infinitely slow rate (almost at equilibrium), the work energy
will be a maximum and will be equal to the Gibbs free enthalpy of the reac-
tion (see equation 20.219). The reversible e.m.f. will be the maximum e.m.f.
of the cell reaction, and if the reaction is allowed to proceed reversibly at con-
stant temperature and pressure the heat transferred between the cell and its
surroundings will give the entropy change of the reaction (see equation
20.137). On the other hand, if the cell reaction is allowed to proceed irrevers-
ibly in a calorimeter, all the internal energy of the reactants will appear as
heat energy and the external work will be zero (disregarding/? V work). If the
cell is allowed to operate irreversibly at a finite rate the work energy will
decrease (the e.m.f. of the cell will be less than the reversible e.m.f.) and
more heat will be transferred from the cell to the surroundings than when
it operates reversibly, i.e. the entropy of the system will increase.



This can be exemplified by considering the spontaneous reaction

Zn + 2AgCl -> 2Ag + Zn2+ + 2Cl"

for which the equivalent reversible cell without a liquid junction, and hence
without a liquid junction potential, can be represented by

Zn]ZnCl2 solution; AgCl | Ag

When the concentration of ZnCl2 is 0-5 M the e.m.f. of the cell at 298 K
is found to be 1-015 V, whilst the temperature coefficient of the cell is
0-00049 VK-1. Thus the free energy change (equation 20.219) is:

AG298K = -(2 x 1-015 x 96500) = -196 kJ mol'1

showing that the reaction has a large tendency to proceed in the direction in
which it has been written.

From equation 20.151 it is possible to calculate the enthalpy change

298(2x96500x0-00049) , .
A//298K = -196 i — '- = -224 kJ mol-1

and since A// > AG it follows that during the reversible operation of the cell
heat is lost by the cell and gained by the surroundings.

Also from equation 20.149

CdG] CdE}
4S=-brJ,= -<rrl

/ .AS= -2 x 96500 x 0-00049= -95JK-1HiOl-1

Reference Electrodes

It is evident that it is only possible to measure the e.,m.f. of a cell, and that
in order to determine the potential at a single electrified interface it is
necessary to assign an arbitrary potential to a specified electrified interface,
which is then used as a reference for all others. The H+XjH2 equilibrium at
a platinum surface has been selected for this purpose, and at 0H+ = pH2 = 1
the standard equilibrium potential /SH+/J-H2

 ls given an arbitrary value of
0-00 V at 250C; at any other activity of hydrogen ions or pressure of hydro-
gen gas the potential of the equilibrium H+ + e = 7 H2 is given by

E = E*-- In^ ...(20.224)
F OH+

or

E = 0-00 + 0-059logaH+ - 0-030logpH2 • • -(20:225)
The hydrogen electrode consists of an electrode of platinum foil (approx-

imately 1 x 1 x O-002 cm) welded to a platinum wire which is fused into a
glass tube. In order to increase its catalytic activity it is platinised by making
it cathodic in a solution of chloroplatinic acid (2% chloroplatinic acid in
2 N HCl); frequently lead acetate is added to the solution (0-02%) and this
appears to facilitate the deposition of an even and very finely divided layer



of platinum black, which has a higher catalytic activity than bulk platinum.
It is immersed in an acid of known activity (1 -2 M HCl gives an activity of
hydrogen ion «1-0) and pure hydrogen gas is bubbled into the acid.

Although the hydrogen electrode provides a means of defining the equi-
librium potentials of all other equilibria that give rise to an interfacial poten-
tial it is more convenient in practice to use other reference electrodes, e.g.
Ag/AgCl, Cl~; HgXHg2Cl2, Cl~; CuXCuSO4, etc. which are easier to pre-
pare and do not involve a gas/ion equilibrium. However, the hydrogen elec-
trode is widely used in fundamental studies of electrochemistry.

Electrodes such as Cu2+XCu which are reversible with respect to the ions
of the metal phase, are referred to as electrodes of the first kind, whereas
electrodes such as AgXAgCl, Cl" that are based on a sparingly soluble salt
in equilibrium with its saturated solution are referred to as electrodes of the
second kind. All reference electrodes must have reproducible potentials that
are defined by the activity of the species involved in the equilibrium and the
potential must remain constant during, and subsequent to, the passage of
small quantities of charge during the measurement of another potential.

In the case of the CuXCuSO4 electrode (an electrode of the first kind that
is widely used for determination of the potential of steel in underground
environments), the reversible equilibrium Cu2+ + 2e ̂  Cu determines the
interfacial potential, and constancy of acu2+ is ensured by using a saturated
solution of CuSO4 in equilibrium with crystals of CuSO4.5H2O.

The difference between ^2+/Cu = 0*337 V and £" = 0-30V for the
CuXCuSO4, saturated half-cell is due to the equilibrium

CuSO4.5H2O = Cu2+ H- SO2' + 5H2O . . .(20.226)

and the chemical potential of CuSO4.5H2O must be taken into account in
evaluating the aCu2+. At equilibrium

ffcu2+ X <*sol~ = K • • .(20.227)

and

log A: = Iogacu2+ + Iogas02-

__ A1CuSO4-SH2O ~ MCu2+ ~" MSO4~ ~" 5/*H2O f>){\ v)o\- J^ - - -(20.228)

By assuming that ^2O is the same as that for pure water, which is unlikely
in this concentrated solution, and by substituting for the chemical potentials
in equation 20.228, Pourbaix has calculated that

Iog0cu2+ + logtfsoj- = -2-96 . . .(20.229)

Since

*cu'+ = <*sol- - - .(20.23O)

then

log<7Cu2+ = -2-96X2 = -1-48 . . .(20.231)

which corresponds with #Cu2+ = 0-033.



Substituting in the Nernst equation (equation 20.187)

£ = 0-337- (0-03Ox 1-48) = 0-293 V « 0-30 V

which is the potential of the CuXCuSO4, saturated reference electrode.
The Ag/AgCl, Cl" electrode, which may be regarded as typical of elec-

trodes of the second kind, consists of AgCl in contact with a soluble chloride,
usually KCl. This electrode is essentially an Ag+ + e ̂  Ag electrode, in
which the aAg+ is controlled by the solubility product Ks of AgCl and by the
aa-. Thus

RT
E = El^ + —lna^ ...(20.232)

and since

^A8+ x oa- = constant = Ks . . .(20.233)

at constant temperature, then

RT K RT RT
E = £Ag+/Ag + -TTIn—5- = £Ag+/Ag + — ln*s - — ln*a- . . .(20.234)

r ac\- r r

Taking the two constant terms on the r.h.s. of equation 20.234 as Ee^g/Aga

RT
E = El^fa - — In a0- . . .(20.235)

r

RT
where £Ag/Aga = £Ag+/Ag + "^rln*. = °'22233 v at 25°c • • -(20.236)

and E = £Ag/AgCi when aa- = 1 . . .(20.237)

Values of £Ag/AgCi in the range of temperature 0-950C are available, and
the Ag/AgCl, Cl" electrode is probably the most accurate reference elec-
trode for use in solutions at elevated temperatures.

It is apparent that since the electrode potential of a metal/solution inter-
face can only be evaluated from the e.m.f. of a cell, the reference electrode
used for that purpose must be specified precisely, e.g. the criterion for the
cathodic protection of steel is -0-85 V (vs. Cu/CuSO4, sat.), but this can
be expressed as a potential with respect to the standard hydrogen electrode
(S.H.E.), i.e. -0-55 V (vs. S.H.E.) or with respect to any other reference
electrode. Potentials of reference electrodes are given in Table 21.7.

E.M.F. Series of Metals

The standard electrode potentials of Mz+ + ze = M equilibria, Ee
MZ+/M,

when arranged in a table according to the sign and magnitude of the potential
constitute the so-called e.m.f. series of metals. Again it should be empha-
sised that these are thermodynamic parameters whose magnitude and sign
will depend upon the energy required to convert a metal ion in the lattice
of the metal to a hydrated ion in solution. Energetically, this will involve



conversion of a metal atom in the lattice to a gaseous atom, the ionisation
of the metal atom and the hydration of the metal ion to form a hydrated ion
in solution. This can be illustrated by comparing the component enthalpies
for transforming Na(I.) -> Na+(aq.) and Ag(I.) -* Ag+(aq.)

A/T(kJ) A//e(kJ)
Sublimation

Na(I.) = Na(g.) 109 Ag(I.) = Ag(g.) 280
Ionisation

Na(g.) = Na+(g.) + e(g.) 494 Ag(g.) = Ag+(g.) + e(g.) 728
Hydration

Na+(g.) = Na+(aq.) -397 Ag+(g.) = Ag+(aq.) -464

206 544

It can be seen that A//e for Ag -> Ag+(aq.) is much greater than that for
Na -> Na+(aq.) which means that silver has a much lower tendency to
ionise than sodium; conversely, Ag+(aq.) ions have a much greater ten-
dency to gain electrons and become reduced to metal than Na+(aq.) ions.
This difference, as can be seen, is largely due to the higher sublimation energy
and ionisation energy of silver compared with sodium. If the entropy change
is regarded as negligible, then A//e « AGe, and for the reaction

Na H- Ag+(aq.) = Na+(aq.) + Ag, - AGf98K ~ 338 kJ
and£* a c t i o n«3-5V

which is in agreement with the e.m.f. evaluated from the standard electrode
potential, i.e. ^+/Ag = 0-799 V and £"SavNa = -2-71 V.

These considerations show the essentially thermodynamic nature of
EM*+/M> and it follows that only those metals that form reversible Mz+ +
ze = Msystems, and that are immersed in solutions containing their cations,
take up potentials that conform to the thermodynamic Nernst equation. It
is evident, therefore, that the e.m.f. series of metals has little relevance in
relation to the actual potential of a metal in a practical environment, and
although metals such as silver, mercury, copper, tin, cadmium, zinc, etc.
when immersed in solutions of their cations do form reversible systems, they
are unlikely to be in contact with environments containing unit activities of
their cations. Furthermore, although silver when immersed in a solution of
Ag+ ions will take up the reversible potential of the Ag+XAg equilibrium,
similar considerations do not apply to the Na+XNa equilibrium since in this
case the sodium will react with the water with the evolution of hydrogen gas,
i.e. two exchange processes will occur, resulting in an extreme case of a cor-
rosion reaction.

The potential of the electrified interface of a metal immersed in an aqueous
solution is of fundamental importance in studying the mechanism of corro-
sion reactions and in corrosion testing and monitoring, and it is, therefore,
of some importance to consider the factors that determine the potential of a
metal in a practical environment. The determination of the potential can be
achieved without difficulty, but the significance of the potential is far more
complex and some of the factors that affect the potential are as follows:

1. The reversibility of the M2+XM, H + XH2 and O2XOH' systems.



2. The number of possible equilibria that can occur if two or more are
involved the potential is a mixed or corrosion potential.

3. The surface of the metal, i.e. film free or filmed with corrosion
products.

4. The nature of the environment, i.e. composition, temperature, pres-
sure, velocity, etc.

Reversible Potentials and Exchange Current Densities

Previous considerations have shown that the interface between two con-
ducting phases is characterised by an unequal distribution of electrical
charge which gives rise to an electrical double layer and to an electrical poten-
tial difference. This can be illustrated by considering the transport of charge
(metal ions or electrons) that occurs immediately an isolated metal is
immersed in a solution of its cations:

M+(aq.) + e^==± [M+ + e]
hydrated ions /, metal ions

in solution in lattice

where I1 is the rate of the discharge (or cathodic) process and I1 is the rate
of the dissolution (or anodic) process. Initially and momentarily the rates
of these two processes will not be equal and the one that predominates will
determine the potential of the metal with respect to the solution. Figure 20.24
illustrates the situation at the metal/solution interface and it can be seen that
for transfer of charge in either direction the ions involved must surmount
an energy barrier which has a maximum value of E*. Since in 20.240 the
energy well for the hydrated ion is lower than that for the metal ion in the
lattice, dissolution will occur at a greater rate initially than discharge, result-
ing in an electrical double layer in which the metal has an excess negative
charge and the solution an excess positive charge. However, this situation
proceeds only for an instant of time, since the double layer produces an
electric field normal to the interface that rapidly reduces the net current to
zero. At equilibrium the field produced tends to equalise the energy wells

Fig. 20.24 Potential energy-distance from metal surface curves, illustrating (a) an M+/M
system in which, owing to the relative position of the energy wells, the initial ionisation reaction
occurs more rapidly than the discharge reaction, resulting in an excess negative charge on the
surface of the metal, (b) equilibrium at which the energy wells are approximately the same and

(c) the converse of (a)
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(Fig. 20.246) and the rates of dissolution and discharge become equal. The
potential is then the equilibrium potential, i.e.

when i = / = i0, E = Eeq

where /0 is the equilibrium exchange current density. Similar considerations
apply when the energy well for metal ion discharge is higher than that for
dissolution, but at equilibrium the electrical double layer will have an excess
positive charge on the metal side of the interface and an excess negative
charge on the solution side (Fig. 20.24c).

A metal when immersed in a solution of its cations may take up the revers-
ible potential corresponding with the M2 +^M exchange process, but
whether or not this occurs in practice will depend on the magnitude of its
exchange current density in relation to any others that are possible due to
other exchange processes in the solution under consideration. In oxygenated
solution the H + ^H 2 and O2^OH" equilibria provide possible alterna-
tives, but the exchange current densities of these equilibria are usually small,
and if /0 for Mz+ ̂  M is large, the potential of the metal will be determined
by the latter.

Thus in the case of the Hg2
+XHg equilibrium the exchange current den-

sity /OH8 is «10"4Acm"2, whereas for the H + ^H 2 equilibrium /0 H «
10" 12A cm"2; it follows that it is quite impossible for mercury to take up
the potential of the latter even in a highly purified solution, and that the
potential will be dominated by the Hg2

+ ̂  Hg exchange even when the con-
centration of mercury ions is very small and when the solution contains
dissolved oxygen and trace impurities. Similar considerations apply to the
Ag/AgCl, Cl ~ electrode and to the other M2+XM equilibria that are used
as reference electrodes such as Zn2+XZn, Cd2+XCd and Cu2+XCu. These
systems thus provide convenient reference electrodes whose potentials are
unaffected by the presence of dissolved oxygen or trace impurities or by small
changes in pH. The above considerations have been confined to reversible
M2+XM systems, but where high accuracy is not required fairly reproduce-
able potentials can be achieved using metal electrodes immersed directly in
the solution under study. Platinum and gold electrodes have been used in this
way, and a zinc electrode is widely used as a reference electrode for monitor-
ing the cathodic protection of steel immersed in sea-water; in the case of the
ZnXsea-water electrode the corrosion potential approximates very closely to
the standard electrode potential of Zn2+XZn. Potentials of various refer-
ence electrodes are provided in Table 21.7.

In the case of the hydrogen electrode the metal must be immersed in a
solution of hydrogen ions, and this precludes all metals that react when
placed in acid solutions. Furthermore, the exchange current density must be
greater than 2 x 10"4A cm"2 as otherwise even a trace of oxygen in solu-
tion will affect the potential, and platinised-platinum (/0 H « 10"3A cm"2)
is the most suitable metal for this purpose. Gold, iridium, rhodium and
ruthenium with activated surfaces may also be used, and even silver if the
solution is very highly purified. It is also interesting to note that pure nickel,
coated with finely divided nickel, tends to take a potential that corresponds
with the pH of a nickel plating bath even though there is a very high activity
of Ni2+ present.



Corrosion potentials are obviously of particular importance for corrosion
reactions, and have been considered in some detail in Sections 1.4-1.7.

Oxide Electrodes

Metals in practice are usually coated with an oxide film that affects the
potential, and metals such as Sb, Bi, As, W and Te behave as reversible
MXMxOy/OH~ electrodes whose potentials are pH dependent; electrodes of
this type may be used to determine the solution's pH in the same way as the
reversible hydrogen electrode. According to Ives and Janz these electrodes
may be regarded as a particular case of electrodes of the second kind, since
the oxygen in the metal oxide participates in the self-ionisation of water.

Thus a reversible electrode of the type M/MO/H+ must conform with
the thermodynamic equilibria

M2+ +2e*±M . . .(20.2380)

M0(s.) ̂ M2+ + O2- . . .(20.2386)

O2- + H2O ̂  2OH- . . .(20.238c)

2OH- + 2H+ ^2H2O . . .(20.238d)

and the potential will be determined by the aM2+ (equation 20.2380) and by
the solubility product of the oxide (equation 20.2386), i.e.

^s = aM
2+ao2-

and since there is an equilibrium between O2" ions and OH ~ ions

K'* = ffA/2+ffoH-

where K[ is the solubility product of the hydroxide (or oxy-hydroxide)

RT KT
:. E = E*M2+/M + — I n K l - - In aOH-

Zr r

and since for water

^w = QH+ °OH-
KT KT RT

E = E»M2+/M + — In Ki - — In K, + — In «H+ . . .(20.239)
Lr r r

Since the first three terms of equation 20.239 are constant, it can be written
in the form

RT
E = Elit A/O, H+ + -TrIn^H+

or E = Ee
MtMO,H+ -0-059pH

which is applicable in dilute solutions in which the aH20 « 1.
The best known of the M/MxOy electrodes that are used for the deter-

mination of pH are the SbXSb2O3 electrodes, but metals such as bismuth
and arsenic filmed with their respective oxide act in a similar manner. Cop-
per in alkaline solutions appears to behave as a pH-dependent CuXCu2O,



OH electrode, whereas in chloride solutions the electrode behaves as
CuXCu2Cl2, Cl~ whose potential depends on the aa- in the same way as
the Ag/AgCl, Cl- electrode.

Examples

Example 1 Derive the relationship between potential and pH for the equi-
librium between Fe(OH)3 and Fe2+(aq.) at 250C. The relevant standard
chemical potentials ^ in kJ are as follows: Fe(OH)3, -694; Fe2+(aq.),
-85; H2O, -237.

The equilibrium (written as a reduction) is

Fe(OH)3 + 3H+ + e = Fe2+ + 3H2O

and * = *»-^log^
1 #H+

:.E = Ee - O -0591ogtfFe2+ + O-178 log 0H+

••^^-^F^r^oo"103^11^15111^
\liiV\ ^(products) — £pj^lf(reactants)]

= z x 96 500

= [{-85 + 3(-237)~ (-694))] x IQ3

1 x 96 500
.'. E= 1-05 -0-0591ogtfFe2+ -0-178pH

which defines the equilibrium between Fe(OH)3 and Fe2+(aq.) in terms of
the equilibrium potential E and pH.

Example 2 Finely divided gold is agitated with an oxygen-saturated alkali-
cyanide solution of pH = 12 containing 10~2moldm~3 of CN~. Calculate
the concentration of Au(CN)2

- ions in solution at 250C when the reaction
is at equilibrium. The standard chemical potentials of the species involved
(in kJ) are: OST, 165; H2O, -237; Au(CN)2", 244; OH~, -157. Assume
that 0H2o = 1, and take 2-303RT= 5710.

The relevant equilibrium is

2Au + 4CN- + JO2 + H2O = 2Au(CN)2~ + 2OH -

and from equation 20.211

"*~^-**~f£
Since lOg K= - [£^°"^-^eac.anul



, „ [{(2x244 + 2x (-157)} - {(4 x 165) + (-237)}] x 103

log*= JTTo
_ . „ 249 X IQ3

and log/:= 5710 ~ 43

/.JT ^1O43

Sincere = Po2=I
^Au(CN)2-

 X 0QH- ^ JQ43

^CN-

[IQ43X(IO-2)4!1
 I n i95and *Au(CN)2- = ^ (1Q.2)2 J * 1019

This high thermodynamic activity shows that gold is extremely unstable in an
oxygenated cyanide solution.

Example 3 Calculate the rate (A cm"2) of hydrogen evolution on plati-
num in an acid solution when the overpotential is (a) - O • 2 V, (b) - O • 300 V.
Assume that /0 = 1 x 10"4ACm"2, the transfer coefficient ot = 0-5 and the

RT
number of electrons involved in one act of the r.d.s z = 1; — In* =

F
O-059 log x.

RT^ RT^ .
i? = —=fa h ~ln /czap ZOLF

0-059 0-059
•'" ^ = i X0-510g/0 " i XQ-510g /c = °"121og/0 - °-121°8'c

/. -0-2 = 0-12 x (-4) -O-12logic

•••log'^^ir=-2-33

/. ic « 5 X 10~3Acm~2

When 7/=-0-300V

^-^-.-3

.'. ic = 3-2 x 10"2ACm'2

Note: when TJ = -O-010 V equation 20.72 is applicable and /c = (10~4 x
10-VO-059A = 17/iAcm-2.

Example 4 A metal is corroding in an oxygen-free acid of pH 1 at 250C
according to the overall reaction M + 2H+ = M2+ -I- H2. From the data
given below, calculate the corrosion rate of the metal in A cm"2.

Data: the equilibrium potential E*M2+/M= -0-76V (S.H.E.) and the
solution contains aM2+ = 10~2; /0 M = 10"3Acm"2; z (the number of elec-
trons involved in one act of the rate-determining step) is 2 and a = O- 5. For
the hydrogen evolution reaction /0 H = 10"8 Acm~2 ; z = 1 and a = 0-5.
RT/F\nx = 0-059 log x at 250C.



The overpotential ij is defined as

i? = Ef - E,

where Ep is the polarised potential and E, the reversible potential. For the
cathodic reaction

0-059, . 0-059, .
"^^T^'o'^r108'-

and for the anodic reaction

-0-059, 0-059
fa = ̂ -log/o + ̂ og/a

At the corrosion potential, Ep = Ecorr and /c = /a = /corr. For the h.e.r.,
Er= -0-059V at pH 1. For the M->M2+ reaction, Er = -0-76-
2(0'059) = -0-8219V at aM2+ = 10"2. Therefore for the h.e.r.

tfcorr, - (-0-059) = [(0-12 X -8) - (0-121ogw)]
£corr. = -1-02-O-12log w . . .(1)

Therefore for the M -> M2+ reaction

Ecorr.- (-0-82) = -[0-059 X (-3)] + 0-0591og/corr.
and £corr. = -0-64 + 0-0591og/corr. . . .(2)

Equating (1) and (2)

-1-02 - 0-121og/corr. = -0-64 H- 0-0591og/corr.
-0-181og/corr. = 0-38

0-38
log w = -^Jg = -2-11 = -3 + 0-89

'corr. « 8 x 10"3A cm"2

Example 5 A stainless steel pipe is to be used to convey an aerated reducing
acid at high velocity. If the concentration of dissolved O2 is 10~3 mol dm"3

(10~6 mol cm"3) calculate whether or not the steel will corrode when (a) the
acid is static, (b) the acid is moving at high velocity. Assume that the criti-
cal current density for passivation of the steel in the acid is 200 /* A cm"2,
the thickness of the diffusion layer is O-05 cm when the acid is static and
0-005 cm when the acid flows at a high velocity; assume the diffusion coeffi-
cient of dissolved O2 is 10"5CmS"1.

The cathodic reaction for 1 mol of dissolved O2 is

O2 + 2H2O + 4e = 4OH"

and hence z the number of electrons involved in each act of the reaction
is 4



The limiting current density is given by

DzFc/L=~

and under static conditions

_ IQ-5 x 4 x 96500 x 10~6

/ L ~ 0^05
.-. /L = 80/xAcm~2

and it follows that under flowing conditions where 6 = 0-005 cm,
/L = SOOfi A cm"2. Thus under static conditions /crit for passivation will not
be exceeded and the metal will corrode, but will passivate when the acid is
flowing at a high velocity.

L. L. SHREIR
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